A survey is made of the enthalpies of formation, third law entropies and Gibbs energies available for Krebs cycle and related compounds. These include formate, acetate, succinate, fumarate, glycine, alanine, aspartate and glutamate. The potential of the NAD+ /NADH couple is recalculated based on lhe;; e;;tbanul/acetaldehyde and· isopropanol/acetone equilibria. The reported enzyme catalyzed equilibrium constants of the Krebs cycle reactions are evaluated with estimated errors. These 28 equilibria form a network of reactions that is solved hy a lea.qt squares regression procedure giving Gibbs energies of formation for 21 Krebs cycle and related compounds. They appear to be accurate to ± 0.4 kJ .mol-1 for some compounds but ± 1 kJ·mol-1 in less favorable cases. This procedure indicates which third law 11,6 and enzyme equilibria are inaccurate, and allows very accurate ArG to be determined for compounds related to the Krebs cycle by measuring enzyme equilibrium constants.
1. CODATA values for elements and inor-3.2. Glycine, Alanine, Aspartic Acid and ganic compounds . .. 1053 and fumaric acid . .. 1053 3. Thermodynamic data for several amino 3.5. Acetate .. 1056 formic and acetic acids .
Other Krebs Cycle

Gibbs Energies and Potentials for the
Introduction
The Krebs cycle or citric acid cycle is the major pathway in aerobic organisms for the oxidation of sugars, fatty acids and some amino acids. The Krebs cycle produces NADH and FADH2 from these compounds, which are oxidized by O 2 through the electron transport system producing ATP. In anaerobic organisms the Krebs cycle does not operate in this manner unless there is a terminal electron acceptor to oxidize the NADH and FADH 2 . Anerobic organisms still have the Krebs cycle enzymes, but the cycle is run in reverse and is used to synthesize alanine, aspartic acid and glutamic acid and amino acids derived from these. The cycle is believed to have originated as a synthetic cycle in primitive anaerobic bacteria [76 BRO].
In addition to amino acid synthesis, there is the glyoxylate bypass which is a modified Krebs cycle in certain microorganisms that permits the oxidation of acetate and the regeneration of the oxalacetate which is removed for amino acid synthesis and which is lost by decarboxylation.
These reactions form a network of interconnecting reactions, most of which are reversible, that can be used to determine the Gibbs energies of formation of these organic compounds. The usual method of calculating Gibbs energies of formation uses the enthalpy of formation from the enthalpy of combustion and the entropy from the third law and the measured heat capacities. This has not been particularly successful in practice to obtain accurate values of arG of organic compounds, usually because of the errors in the enthalpy of formation. A more accurate procedure would be to measure the equilibrium constants for a set of reactions, and combine these with a few third law arG's to obtain accurate values of arG for the remaining compounds. An equilibrium constant measured to an accuracy of 4% corresponds to an error of 0.1 kJ in the I1tG. There are few arG available with an accuracy of 0.1 kJ, yet an accuracy of 4% on an equilibrium constant is not difficult to obtain in many cases. Thus a large number of very accurate arG can be obtained by determining equilibrium constants' of an appropriately connected series of reactions.
This is not a new idea. Lewis and Randall [23 LEW I RAN] discussed it many years ago and used it to determine the arG of urea and related compounds. Burton [53BURIKRE] , [57BUR] employed it to a limited extent for some biochemical compounds. However, the Krebs cycle is a more favorable case on which to apply this principle.
There are several sources for compiled reference values for the formation energies of the species in the Krebs cycle, including Burton and Krebs [57BUR] , [53BURI Citrate 2. cis -Aconitate ..!. Isocitrate 
Conventions (Standard States and Activity Coefficients)
The gas constant employed is 8.31441 11(mol K) and the Faraday is taken to be 96487 (C/mol) . The Interunion Commission on Biothermodynamics [76INT] has recommended that measurements of enzyme equilibria be made at 25 °C with the ionic strength brought to 0.1 M (0.1 Molar) with KCl at the lowest effective buffer concentration. The unit of concentration recommended is mol dm -3; for convenience, a solution of concentration 0.1 mol dm -3 (for example) may be referred to as a 0.1 M solution. This is recommended even though mo~t mammals are at 37 0 and an ionic strength of 0.16 M. We follow these recommendations except for use where indicated of molal concentration (mol/kg of water). Note that a solution of molality 0.1 mollkg of water is referred to as a 0.1 m solution.
The standard state of pure water is taken as unit activity, and water will be left out of the equilibrium constant equations. The standard state of 0.1 M KCl has a fl.!) lower by 0.01 kJ·mol-1 than pure water, but this difference will be neglected.
The Gibbs energies of formation can be corrected to zero ionic strength by using the activity coefficients in Table 6 . These are single ion activity coefficients. There is a dispute as to whether these are meaningful, but the approximations used here are sufficiently accurate for a Gibbs energy table. A table of single ion activity coefficients is given by Kielland [37K1E] . Unless otherwise indicated, the values of "I ± are taken from Robinson and Stokes [59ROB/STO] . . We will take "1+ = "1-= 'Y± for a 1:1 salt. For a 2:1 salt (e.g., Na2 succinate) 'Y± = (Y+'Y-)1/3 and we approximate the single ion activity coefficients as "1+ = 'Y!f2 and "1-= 'Y~.
The activity coefficients for neutral molecules will be taken as 1. 00 where /; is the fugacity in the salt solution, /;0 is the fugacity in pure water, m is the molal salt concentration, and k is the Sechenov constant. The fl.G of transfer from water to a 0.1 molal KCl solution would rarely amount to as much as 0.1 kl. and so this effect will be omitted.
Optically Active and Racemic Compounds
It is evident that the Gibbs energies, enthalpies and entropies of D-and L-isomers of the same compound must be equal. The enthalpy of formation of a racemic mixture in solution at infInite dilution will also equal that of the D-or L-isomer. The enthalpy of the solid racemic compound will be the same as the isolated isomer only if it is a conglomerate (i.e., a mixture of the D-and Lcrystals). Examples of conglomerates are sodium ammonium tartrate and glutamic acid. In many cases, the racemic mixture forms a DL-crystal, and this racemic crystal may have physical properties considerably different from the D-or L-crystal. Examples are proline and serine where the L-isomers are about ten times more soluble than the DL-crystals.
The entropy of the D-and L-compounds in the crystal or in solution are the same. For the DL mixture in solution the entropy differs from that for the isolated isomers by the symmetry factor:
The entropy of the DL-compound in solution is higher than that for the isolated isomers and the optically active isomer will spontaneously convert to the DL-mixture if a kinetic pathway is available. The Gibbs energy of the D-and L-compounds in the crystal and in solution are also the same. The 11.0 of the DL mixture in solution differs from the isolated isomers by the entropy difference:
The tables give the 11.0 and So for only the L-isomer, as this is usually the naturally occurring isomer.
Third Law Calculations and Ancillary Data
In solving the network for the formation Gibbs ener- Tables with a few exceptions. The compounds for which estimates have been made via third law calculation are fumarate, succinate, glycine, alanine, aspartic acid and glutamic acid. Discussions for each of these follow.
Succinate and Fumarate
The data necessary for third law calculations for succinate and fumarate are listed in Table 2 
1Yfhese are for both ionizations. See Table 6 for pK values, 4H and I>.S of ionization. iPor succinate Kielland [37KIE] gives 'Y-2 = 0.38 at 1= 0.1 mol dm-3 and Komar et ale [67KOMlMUS] aive 'Y-2 = 0.469 with 0.1 mol dm-3 KCl and ' Y = 0.334 with 0.1 mol dm-3 NaCI. For sodium fu- are available for glycine and the L-isomers. The enthalpies of combustion are fairly reliable but can always be improved. The enthalpy of formation of the DL-alanine in solution COnfIrmS the value adopted for the L-isomer as it is nearly identical. The enthalpies of solution for aspartic acid and glutamic acid are weak because it is not clear whether the corrections were made for ionization at high dilution. The activity coefficients at saturation for aspartic and glutamic acids may also be in error. An alternative procedure is to use the apparent pK's of citric acid to estimate the single ion activity coefficients. 
The 'Y's are in the expected direction since K + is known to be complexed by citrate. We will use the ' Y -3 for the KN0 3 solutions, recognizing the low activity coefficient is probably due to complexing. Since KCl is frequently used for enzyme solutions, it is simpler to include the complexing ill the 1l.,G rather than correcting for it.
The difficulty in determining the ' Y for a -3 ion, as demonstrated by the large variation in the calculated values, suggest that citrate is a poor compound to use in the network. Therefore, its third law I1rG has been left out of all the network calculations.
Formate
There are several thermochemical cycles by which the Gibbs energy of formation of the formate anion can be calculated, a comparison of which will give some idea of the reliability of the estimated value. [86PED/NAY] . We will use the values given by Cox and Pilcher which are -425. 0±0.4 kJ·mol-1 for the liquid and -378.9±0.6 kJ·mol-1 for the gas monomer. The enthalpy of solution has been determined [71KONIW AD] to be -0.678±0.OOI kJ.mol-1 , yielding a value for arH(HCOOH(aq)) of -425. 7±0.4 kJ ·mol-l . The third law entropy of the liquid has been given as 129.59 ]·K-1 ·mol-1 [85WIL/CHA] from the heat capacity data of Stout and Fisher [41STO/FIS]. This gives apS = 211.97 ]·K-1·mol-1 and Il.rG = -361.80 kJ·mol-1 for the liquid. The difficulty is to obtain the Il.solG at 25 °C, and there seems to be no accurate data on the water-formic acid phase diagram.
An alternative is to use the gas phase data and the Il.G of solution from the gas. Chao and Zwolinski [78CHA/ ZWO] give the ideal gas entropy of the formic acid monomer as So = 248.86 ]·mol-1 K-1 and Il.rG = -351.00 kJ·mol-1 and Il.rH = -378.57 kJ·mol-l • The Gibbs energy and entropy of solution are difficult to cal- Vol. 19, No.4, 1990 culate due to complications from dimerization. Kaye and Parks [34KAY/PAR] reported Patm/m = 1.91 X 10-4 atm (mol/kg) -1 while Campbell and Campbell [34CAM/CAM] obtained a value of Patm/m = 1.71 X 10-4 atm (mol/kg)-l. These yield respectively, asolG = 21.21 and 21.50 kJ·mol-l . Taking the average of these two values yields arG(HCOOH,aq) = - 372.38 kJ·mol-l • Taking Il.rH = -425.7 kJ.mol-1 for the aqueous acid gives Il.rS = -178.84 and So = 162.72 ].K-1·mol-1 .
The third law entropy of NaHC0 2 (24.80 cal K-1.mol-1 ) has been measured [60WES/CHA]. The enthalpy of solution will be taken as +0. 74±0 The entropy of ionization of formic acid is 71.67 J·K-I·mol-t [76CHR/HAN], so for aqueous formic acid So = 161.98 J.K-1.mol-1 and a,s = -179.37 J.K-1·mol-l . This gives I:1tG -425.7 + 53.48 = -372.2 kJ·mol-1 for the aqueous acid using the third law entropy for sodium formate.
The Gibbs energy of formation of formate can also be calculated from the formic hydrogenlyase equilibrium: which involves only formate and substances already adopted from the CODATA key values. The equi- calculated a value for ap(formic acid, aq) =" -371.66 and -370.28 kJ.mol-1 (corrected and uncorrected, respectively). This is in good agreement with the value obtained from the hydrogenIyase equilibrium and third law calculations, but the reliability of the fugacity correction is less than satisfactory for this application.
The decomposition of aqueous formic acid to carbon monoxide and water has also been examined by Branch [15BRA] at temperatures of 156 and 219 °C and can also be used to obtain the formation Gibbs energy of aqueous formic acid. This analysis has been discussed by Lewis and Randall [23LEW/RAN] and Waring [52WAR] who give values of I:1rG(formic acid, aq) = -373.25 kJ.mol-1 and -374.0:5 kJ·mol-t respectively. These agree well with the estimates by other means but are less reliable because of the large temperature correction.
We select atG from the formic hydrogenlyase reaction and the entropy from the sodium formate. We also use pKa = 3.751, aioJ! = +0.04 ± 0.20 kJ·mol-1 and l:1 i onS = -71.67 ± 0.71, J·K-J·mol-l and "'I = 0.778 [59ROB/STO]. The lowering of Il.tG of formate from the activity coefficient is arbitrarily put into the Il.rH. The arB for aq formic acid obtained from the formic hydrogenlyase equilibrium and So from sodium formate differs by only 0.4 kJ from the value selected for the liquid by Cox and Pilcher combined with I:1 so tlI.
The selected values are given in Table 4 The thermodynamic properties of aqueous acetic acid and the acetate anion present difficulties in obtaining a reliable value for b.S of solution because of the formation of dimers in the gas phase as in the case of formic acid.
There are two modem enthalpies of combustion given in The statistical entropy of the gas phase monomer has been calculated a number of times and reviewed by Chao etal.
[86CHAIHAL] who give So = 283.36J·K-I ·mol-1 at 1 atm for the gaseous monomer. There are many data on the volatility of of acetic acid-water solutions, which gives Aw1G, but Awl! of the monomer is difficult to estimate. This will be taken up in a subsequent paper.
The third law entropy of anhydrous sodium acetate has been measured [83FRA/PLA] as 138.10 J·K-I·mol-I . 86.6 J·K-I·mol-I .
Other Krebs Cycle Acids
It will be difficult to obtain third law entropy values for a number of Krebs cycle acids such as lactic acid, Vol. 19, No.4, 1990 malic acid, pyruvic acid, a-ketoglutaric acid, and oxaloacetic acid. Even if the So of the crystal were known, the AS of solution will be difficult to measure. Oxaloacetic acid decarboxylates relatively rapidly. The others are very soluble, but more significantly the hydroxy acids form polyesters in concentrated solution and the keto acids may dimerize, thereby making osmotic coefficient measurements difficult. The alkali metal salts all seem to be very soluble.
The ArB of the aqueous acid can be obtained from the enthalpy of combustion and Il.wl!. In some cases it may be advantageous to measure enthalpy of combustion and solution of the ammonium salt. Isocitric acid forms a lactone easily so the best approach would be to measure the enthalpy of combustion of the lactone and the AwP in NaOH to get A.rH of isocitrate. Table 5 gives the available enthalpies of formation of the Krebs cycle acids. . 
Ionization Data
The values of pKau ll.ioJ! and AiowS used in this paper are listed in The two nicotinamide redox couples, NAD+ /NADH (nicotinamide adenine dinucleotide, formerly referred to as DPN or diphosphopyridine nucleotide) and NADP/ NADPH (nicotinamide adenine dinucleotide phosphate, formerly referred to as TPN or triphosphopyridine nucleotide) are centrally important energy mediators in all biological systems and have been widely studied for many years. NADH is also a principal product of the Krebs cycle.
THE THERMODYNAMICS OF THE KREBS CYCLE AND RELATED COMPOUNDS
The reduction potentials (or Gibbs energy change) for these two systems have been measured directly by potentiometry and from equilibrium constants of several reactions in which they participate. The principal difficulty with potentiometric determinations is that NAD+ and NADH themselves do not react with the electrode, so dyes that are reversible to the electrode must be used as mediators. It is very difficult to prove that the NAD/ dye/electrode system is completely reversible. The major problem with calculations from equilibrium constants is the accuracy of the ancillary data needed to derive the reduction potential. Clark [6OCLA] presented an extensive evaluation of these potentials, based on the data available at the time. The reactions and associated data from various sources that have been employed to evaluate the potentials for both couples are summarized in Table 7 . The footnotes to the table give the source of the data as well as some, but not all, of the alternative values in the literature.
Burton [74BUR] measured the equilibrium constants for the reactions NAD+ /ethanol and NAD+ /isopropanol with yeast alcohol dehydrogenase enzyme, obtaining results that agree very well with previous determinations by Burton and Wilson [53BURIWIL] . The potentials for NAD+ and NADP+ were obtained using thermodynamic data for the gas phase and aqueous phase equilibria for the dehydrogenations of ethanol and isopropanol.
In the case of gas phase dehydrogenation of ethanol, the Gibbs free energy of reaction was calculated from enthalpies of formation and entropies tabulated by Stull, Westrum and Sinke [69STUIWES] . However, the value calculated disagrees substantially with the measurements of the equilibrium constant reported by Happel et al. The disparity appears to stem from the values tabulated for the enthalpies of formation of ethanol and acetaldehyde. There are also differences in the Il.salG and Il.saP of . solution between our calculation and Burton's.
The thermodynamic data for the dehydrogenation of isopropanol are less variable. Burton employed the values reported by Stull et al_ for the gas phase formation free energies. The equilibrium in the gas phase was measured directly by Buckley and Herington [65BUCIHER] at several temperatures. Their enthalpy was in good agreement with that reported by Stull et al., although the entropies adopted were slightly different. The Il.salG for acetone is significantly different, however.
There is a consistency in Table 7 in that the values of the aqueous reaction ethanol + acetone = acetaldehyde + isopropanol can be obtained from the difference of aqueous dehydrogenation of ethanol and isopropanol (Il.G = 17.7, t:JI = 5.1 kJ.mol-1 ) and from the NAD+ lethanol and NADt I isopropanol reactions (Il.G = 17.4, lUI = 4.3 kJ.mol-1 ). However, it is apparent from the footnotes that a suitable choice of Il.salG and Il.saP can get the numbers to agree much better. One would have expected that the free energies and enthalpies of solution of such common compounds would be more accurately known, but this is not the case. Particularly uncertain are the Il.salG and Il.saP for acetaldehyde. These 6.G values for NAD+ /NADH can be converted to potentials at pH 0 and pH 7 and I =0.1 mol dm-3 by
The values are given in Table 8 . We select the average of the ethanol, isopropanol and potentiometric values giving
The agreement of the potentiometric potential and the two equilibria are now excellent and removes the discrepancy that so troubled Clark [60CLA] . However this agreement may well be fortuitous.
The potential of the NADP+ /NADPH has been measured at 30°C (-0.3178 V) [59RODIDON] and can be corrected to 25°C by dEo/dT = -1.31 X 10-3 V K-1 [59ROD] to give -0.3104 V at 25°C. This is very close to the potentiometric NAD+ /NADPH potential of -0.3113 V. Burton used -9.9 kJ·mol-1 without citing a source. mBurton aives K = 6.91 ~ 10-12 and AG = 63.7 kJ.mnl-1 ~t 1 = O.Ol:\mol dm-3 for the ethanol reaction and K -7.71 X 10-9 and AG -46.5 kJ at 1 = 0.013 mol dm-3 for the. isopropanol reaction. These can be converted to 1 = 0 and 1 = 0.1 by Backlin's equation [S8BAK110g K = log K (1 =0) + 0.315 Vi, giving K = 6.36 X 10-12 (1 =0 mol dm-3 ) and 8.01 X 10-12 (1 =0.1 mol dm-3 ), A.G = 63.9 kJ (1 =0) and 63.3(1 =0.1 mol dm-3 ). Using the same ionic strength dependence for the isopropanol reaction converts K = 7.71 X 10-9 at 1 = 0.013 to K = 7.10 X 10-9 (1=0) and 8.93 X 10-9 (1=0.1 mol dm-l). A.G = 46.5 (1=0) and A.G = 45.9 (1=0.1 mo1 dm-3 ). DThis is the. difference of the NAD+ reduction and the tfanshydrogenase equilibrium. The NAD+ reduction values are the average of the ethyl alcohol and isopropanol equilibria. The /:Jl is given in [74BUR] . The error is higher in this case because of the differences between the potentiometric determination and the transhydrogenation equilibrium.
There is an additional source of error potentially present in all NAD+ equilibrium measurements. Since the time when many of the measurements cited were performed, commercial preparations of NAD+ have J. Phys. Chem. Ref. Data, Vol. 19, No.4, 1990 Potentiometric [59ROD/DON] Transhydroaenase K = 1.50 Value selected been found to contain variable amounts of the a-isomer. As the enzymes react mainly with the natural p-isomer, the presence of 5-20% a-isomer, as is found in some commercial preparations [60KAP] , would lead to a commensurate error in the measured equilibrium constant. The problem should be more acute with NAD+ than with NADP+, as the latter is typically synthesized enzymatically from NAD+, so that the product would only consist of the p-isomer. Even then the conversion of the P to a-isomer is acid catalyzed and fast (t1/2 is a few hours at pH 5) so that initially pure preparations may become contaminated [750PP/KAP][87KAM/MAL].
It is evident that a more accurate value of the NAD+ and NADP+ potentials awaits attention to the a-isomer problem, as well as using a system whose potential is more accurately known than ethanol/acetaldehyde or isopropanoVaeetone. The best system would seem to be the formate/bicarbonate system, although the potential difference is rather large for an equilibrium measurement. Approximate equilibrium measurements have been made at 10°C [76RUS/MUL] and at 55 ° [83Y AM/SAl] which are in fair agreement with those calculated from the 1::..,0 values, but measurements at 25°C are needed. Even more accurate would be a potentiometric value whose reversibility could be demonstrated. The potentiometric measurement could be for NAD+/NADH or for some organic system that can be directly coupled to NAD+ (e.g., lactate/pyruvate or ethanol/acetaldehyde).
The enthalpy of reduction of NAD+ by H2 and formate was measured by calorimetry [79REKlEGO] [81REKIEGO][86REK/GAL] with respective values of -27. 2±1.7 and -27.6±1.7 kJ·mol-1 • These are less negative by nearly 5 kJ·mol-1 than the value of -32.1 kJ ·mol-1 given in Table 7 . An attempt to resolve this discrepancy will not be made here, since this study deals mainly with Gibbs energies.
Evaluated Equilibria
Reaction 1 The Gibbs energy is given by AGO = -nFEo. An error of 0.0010 V corresponds to 0.20 kJ·mol-1 in aG.
Since the ratio of activity coefficients should be about 1, the ionic strength dependence should be small. Potential measurements of enzyme equilibrium have always been difficult and prone to large errors. However, this determination is one of the few that seems accurate. The AG value is conflmled by A,E'/ AT (between 18 and 30°C) giving!:JI = -124.9 kJ·mol-1 that can be compared to thermal data yielding Ml = -131.8 kJ·mol-1 (Table 2) . Borsook and Schott calculated the AG for this reaction from the heats of combustion and third law entropies and obtained remarkably good agreement, -20.14 kcal mol-l from the potential measurements compared to -20.46 kcal mol-l from the third law calculation. This paper was widely cited as evidence that thermodynamics is applicable to biological systems [81SLA] . The excellent agreement of the two ArG is apparently the result of a cancellation of errors. The error in the entropy of succinate (2.0 cal K-1.mol-l ) by itself would result in an error in ArG of 0.60 kcal mol-I, and the errors in the arB of succinic and fumaric acids were comparable. The active isomer is threo Ds (+) isocitrate [62VIC] but will be referred to here as isocitrate. Williams et al.
[71WIL/ROC] reported K = 430 for direct determination of the equilibrium at 27°C, (the range was 320 and 630). They calculated K = 630 from the ratio of forward and reverse rate constants. These measurements were obtained at pH 7.7 and 1= 0.1 mol dm-3 , corresponding to aG = 15.0 kI and -16.0 kI, respectively. The average is -15.5 kJ, for 27°C. However, at 25 °C the equilibrium should be slightly more to the right, so we have assigned a value of -16.0 kJ for this reaction.
This is a difficult equilibrium to measure. For example, a previous study [57SMI/GUN] reported a value of K = 34, but this was in error because the reaction mixtures contained cysteine which binds to glyoxylate. This is one of the more useful equilibria in the Krebs cycle. This is based on Burton and Wilson's [53 BUR/WIL] value of K = 1.05 X 10-12 for the reaction at I = 0.1 mol dm-3 (K =0.6 X 10-12 at I =0). Later results have been in . very good agreement with this value. These include K = 1.28 X 10-12 [68KOH/JAKa], 0.79 X 10-12 [65YOS], K = 1.03 X 10-12 [62RA V /WOL], K = 0.59 X 10-12 [75SCHIRIF] and K = 0.71 X 10-12 [80COOI BLA]. Guynn et 01. [73GUY/GEL] give K=1.02 ±.03 X 10-12 at I =0.25, which corrects to K = 0.73 X 10-12 at I =0.1 mol dm-3 using the ionic strength dependence given by Burton Schimerlik and Cleland [77SCH/CLE] give values of K = 83 and 22 as determined from ratios of rate constants and a value of K = 33.0±2.0 determined from a directly measured equilibrium constant. Using the value of K = 19.6± 10 for this reaction and the value given in Table 1 for CO 2 (g) = CO 2 (aq) (I1Go = +8.37 kJ.mol-1 ) yields the value given above. This is not a single enzyme, but rather a combination of the malic enzyme and isocitrate dehydrogenase. Ochoa [53HARIKOR] [500CHIVEI] gives a value of (-15 for the equilibrium constant. Since this is a directly measured equilibrium which does not require a potential for NADP, the uncertainty is taken to be ±0.8 kJ. X 10-14 respectively. Olsen and Anfmsen [530LSI ANF) also measured these two systems and obtained values of K = 14.4 X 10-14 (NAD) and 8.9 X 10-14 (NADP). However, the ionic strength in this case was 0.47 mol dm-3 • Several investigators have made determi· nations using only NADP. Cook, et al. [8OCOO/BLA] obtained the value K = 4.4 ± 0.1 X 10-14 at an ionic strength of apparently 0.1 mol dm-3 • Subramanian
[78SUB] obtained a value of K = 7.3 X 10-14 at I = 0.305 mol dm-3 which becomes K = 4.1 X 10-14 at I =0.1 mol dm-3 using the ionic strength dependence of Engel and Dalziel. The value for NADP relative to that for NAD, as determined by Engel and Dalziel, has been used in estimating the NADP /NADPH potential. These subsequent measurements using the NADP reaction give values that are consistent with the choice of K = 8.17 X 10-14 This reaction is considered irreversible (I1G = -32 kJ·mol-1 at pH 0 and -72 kJ·mol-1 at pH 7). However, the reaction is just measurable if the reaction is pulled to the left by reduction of the pyruvate to lactate.
Results and Discussion
The results of the CATCH analysis of this Krebs cycle network are shown in Table 9 . The differences between the experimental and calculated 110 of reaction are mostly less than the uncertainty of the experimental data.
The ··succinate + acetate" results appear to be superior to the "all 3rd law u calculation, even though one would expect superior results when the system is anchored with more third law data. However, it takes only one bad third law value to distort the results. The most probable compound with bad third law I1tG in this system is fumarate, where the uncertain entropy could result in a third law I1tG too low by 1 kJ·mol-1 or more. The 3rd law aspartic acid and glutamic acid values may also be in error, in this case from the enthalpy of combustion. The IlrG of the compounds are given in Table 10 . The results of the two calculations are mostly within 0.5 kJ ·mol-l and none differ by more than 1.0 kJ·mol-l • The differences with the third law Il.P is somewhat more but still satisfactory.
The errors given for IlP in Table 10 may be to small, since they are dependent on the input data and the rather arbitrary errors assigned to the enzyme equilibria. In cases where the compounds are involved in a number of reactions, (e.g., fumarate and alanine), the error estimates are probably correct. The error estimates may be too low for compounds connected to the network by only one reaction. Examples are glycolate, glycine, and a-hydroxyglutarate. The IlP for glyoxylate may be in error by an amount greater than indicated because all the J. Phys 372.21 -371.55 -371.29 -604.25 -605.63 -605.35 -371.29 -370.61 -370.74 -370.49 -371.40 -370.84 -700.74 -698.87 -698.62 -696.34 -697.45 -696.71 equilibrium constants involving this compound are relatively uncertain. The Il.P's in Table 10 are self-constant. Care should be taken in combining these values with those in other tables, since the combined errors in the Il r G could be quite large.
Extensions and Improvements
There are a number of branches to the Krebs cycle which can be put into this network. These include oxalic acid, fatty acids, alcohols, amines, other amino acids and even sugars. Equilibrium constants are not available for all the steps in these branches, so some experimental work will be required. The present network can be improved in a number of ways. Enthalpies of combustion can always be improved. It is recognized how difficult these measurements are, but the data are badly needed. It is suggested that the enthalpies of combustion be measured on different compounds of the same substance. Thus, to obtain better data on the acetate ion, it would be better to measure five samples of acetic acid and five of ammonium acetate instead of ~n 5alD.plc!i of acetic acid, which is difficult to obtain water free. It is necessary to have the enthalpy of solution to compare the results, but AsaP are relatively easy to obtain accurately. Similarly it is hetter to split the samples among D, Land DL-alanine instead of using only L-alanine.
There are a number of third law entropies that would be useful to have, with fumarate being the prime candidate since it is more central to the Krebs cycle than succinate. There seems little point in obtaining third law entropies of compounds for which the entropy of solution is difficult to obtain. Examples are lactic acid, pyruvic acid and isocitric acid, which are very soluble and which form polyesters, aldol products and a lactone. The heat capacity should be measured on the compound which is in equilibrium at saturation. It was fortunate that the So of anhydrous sodium acetate was usable because of the metastability of the supersaturated solutions, even though the stable phase is the trihydrate. Third law entropies have been obtained for L-serine and L-proline, but the solid phases at saturation are hydrates. In addition the DL-amino acids are very much less soluble in these two cases, and the activity coefficients have been measured nearly to saturation for these racemic amino acids.
Modem enthalpies of solution for a number of amino acids are needed with aspartic acid, glutamic acid, asparagine and glutamine being prime candidates. Those planning to make measurements of AsaP should select compounds with modem third law entropies and enthalpies of combustion.
The problems of the NAD+ and NADP+ potentials have been reviewed along with the problem of the a-isomer. An accurate potentiometric measurement would be ideal. Although the potential at 1=0 mol dm-3 is good to have, the real need is at I . ...... O.l mol dm-3 • The next most accurate way to obtain this potential is to measure the equilibrium constant for reaction with formate/bicarbonate at 25°C. This is an accurately known potential although the equilibrium lies far to the side of reduction of NAD+. Even better would be the equilibrium using Hz.
The lyase reactions tie the Krebs cycle network tightly together, so that really accurate ArG for the citrate, isocitrate and malate lyase reactions would be very valuable. Several carboxylation reactions would be of interest, examples being acetate to pyruvate and succinate to a-ketoglutarate. These reactions are very unfavorable at the level of the keto acid, but reduction to the amino acid or hydroxy acid would be measurable with a strongly reducing couple such as formate/bicarbonate.
Accurate equilibrium constants are usually easier to measure with pH independent reactions than with those involving NAD+ /NADH. Examples are transamination and amination equilibria, e.g. alanine + a-ketoglutarate = pyruvate + glutamate alanine + H 2 0 = lactate + ~ + These reactions are various sums of the alanine, glutamate and lactate dehydrogenases, but more accurate data for the dehydrogenases should be obtainable using the transamination and amination equilibria combined with one good dehydrogenase equilibrium, e.g., alanine dehydrogenase. 
Glossary of Symbols and Terminology
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